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ABSTRACT

-The application of current theoretical treatments of electron transfer to

outer-sphere electrochemical reactions are considered with regard to the numerical

prediction of rate parameters from thermodynamic and structural data. Formalisms

based on a emiclassicai treatment for the Franck-Condon barrier together with

an encounter preequilibrium model for the preexponential factor are summarized

and related to the more widely considered treatments for homogeneous redox

reactions. Comparisons are made between the theoretical predictions and

experimental rate parameters for representative inorganic outer-sphere

reactions at electrode surfaces, and with related reactions in homogeneous

solution. The effects of altering the electrode material and the outer-shell

solvent are also considered. Although the measured rate parameters for several

reactions at mercury electrodes are in reasonable agreement with the theoretical

predictions, significant and even large discrepancies are seen for a number of

cases. Likely reasons for these findings are discussed, including nonadiabaticity

and specific solvation effects
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INTRODUCTION

Theoretical treatments of electron-transfer processes in condensed media

* have undergone considerable development in recent years. Although these

activities have been concerned with a diverse range of conceptual probelms and

practical systems, much attention has been focussed on treating outer-sphere

processes involving pairs of transition-metal reactants in homogeneous solutions. ld-f

There are several reasons for this emphasis. Firstly, the ingenuity

of inorganic chemists both in synthesizing a wide variety of structurally well-

defined one-electron redox couples and devising methods for obtaining

detailed kinetic and mechanistic information has yielded a rich body of

experimental rate data. Secondly, the structural simplicity and varied electronic

properties of these reactants have attracted the attention of theoretical

,. . la-c,e

chemical kineticists. Outer-sphere electron transfer in general constitutes

an especially tractable situation since the potential-energy surfaces of the two

reactants can be treated independently in the absence of chemical interactions

between the redox centers (the "weak overlap" case). Thirdly, the widespread

importance of transition-metal redox processes in chemistry and biology, along

with the remarkably wide range (ca 10 20) of rate constants encountered for

such systems, has spurred on efforts to obtain a quantitative understanding

of the observed reactivities.
1i

Although outer-sphere reactions involving transition-metal complexes at metal

surfaces are closely related processes such systems have not been blessed with

2
the same detailed attention that has benefited the homogeneous redox area. This

is unfortunate since studies of such simple reactions at metal surfaces can yield

much insight into the nature of charge-transfer processes. In addition, compara-

tive studies of these reactants at metal surfaces and in bulk solution offer

special opportunities for exploring the similarities and differences between

homogeneous and heterogeneous redox reagents (i.e. electrodes).

%r "-'.
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Studies of outer-sphere electron transfer received an early impetus from the

work of Marcus, who demonstrated that several simple relationships might be

expected to hold between the rates of related cross- and self-exchange reactions

in homogeneous solution, and with the corresponding electrochemical reactions at

varying overpotentials. While these relationships are important and useful in a

practical sense, much experimental work has been directed solely towards checking

4
their applicability; (the "relative predictions" of electron-transfer theory4).

Moreover, the demonstrated applicability of these relationships, at least

approximately, to a fairly wide variety of reactions has generated the impression

that the quantitative understanding of electron-transfer reactivity is largely a

"solved problem". This misconception arises in part from the insenstivity of

these "relative predictions" to the theoretical models employed, due to an

extensive cancellation of terms that is inherent to such relative rate comparisons.

A much more critical test of electron-transfer theories involves their

ability to predict rate parameters for individual reactions. Such "absolute"

4
rate comparisons between theory and experiment have been sparse.

This has been due primarily to the paucity of the bond length and vibrational

data that are necessary in order to calculate the inner-shell component of the

free-energy barrier (i.e. that associated with the reorganization of the bonds

within the reactant species). However, this situation has now changed.

The degrees of alteration in metal-ligand bond distances accompanying electron

transfer have recently become known for a number of a number of transition-

metal redox couples from solution EXAFS as well as x-ray crystallographic
5

measurements. These structural data have been utilized to calculate rate

coLstants for a number of homogeneous self-exchange reactions. Broad

5,6
igreement between the theoretical and experimental rate constants was claimed.

to
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These recent studies also employ a contemporary electron-transfer model which

considers the free-energy barrier to be surmounted by means of a unimolecular

activation process within a previously formed "encounter complex" 7 1 0  in l).ace of

3 "the more conventional collisional model that has previously been employed. '
7 We have

recently shown that essentially the same "encounter preequilibrium" model can be

10
employed for outer-sphere electrochemical reactions. This approach facilitates

the examination of electrochemical and homogeneous processes on a common basis,

including those following inner- rather than outer-sphere pathways.
10

In view of these developments it seems timely to explore the ability of

contemporary electron-transfer models to predict outer-sphere electrochemical

reactivities. The purpose of this conference paper is to review the physical

features of these models and the resulting numerical relationships for one-

electron electrochemical reactions, along with some comparisons between the

calculated rate parameters and experimental data for simple inorganic systems.

Particularly since further experimental and calculational details of this

10-12
material are, or shortly will be, available elsewhere, the following is

intended to summarize and illustrate some key current issues, rather than to

provide a comprehensive report.

THEORETICAL TREATMENT

We shall consider the related one-electron electrochemical and homogenous

reactions as depicted in Eqs. (la) and (ib) respectively:

Oxl + e [electrode, (E-E°)] ± Red1  (la)

I1

Ox + Red Red + Ox (lb)
1 2 lc- 1 2 

4



Although most theoretical work has been formulated for bimolecular homogeneous

reactions, the key ideas can be transposed to electrochemical processes by formally

treating the electrode surface as one of the reactants. The major differences

are that the electrode, unlike solution reactants, need not be activated and

the reaction thermodynamics can be continuously varied by altering the applied

electrode potential, E, relative to the standard potential, E*. According to

the encounter preequilibrium model, the observed rate constant, kob, for either
""-""7-10

electrochemical or homogenous reactions can be expressed as

k = K k (2a)ob pet

where K is an equilibrium constant for the formation of the "precursor"" p

(encounter preequilibrium) state from the separated reactants, and ket (sec- )

is the unimolecular rate constant for the electron-transfer step between the

reactants within this encounter state. For outer-sphere reactions it is

particularly convenient to define a "work-corrected" rate constant kcorrv

which would equal kob in the absence of electrostatic work terms. Approximate

values of kcorr can be obtained from kob for electrochemical or homogenoues

reactions by using the Gouy-Chapman or Debye-Huckel models, respectively.

Equation (2a) can then be written as

., k = K kcorr (2b)
corr oet

where K and kc r are the work-corrected values of K and k respectively.
0 et p et'

fh2 e.--ict form of the expressions for K and K depends on the ability of the
p 0

transferrring electron to tunnel between the donor and acceptor sites, and also
: - 10

upcn the presence of any electrostatic interactions between the reactants.

however, an approximate relationship can be deduced by assuming that there is a

'°

5
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reaction zone around one reactant (or the electrode) within which the reactant

needs to be situated in order to contribute to the reaction rate. For electro-

e 10
chemical reactions the value of K0 , K0 is simply

Ke = 6r (3)
o e

where 6r is the effective reaction zone thickness (cm). For homogeneous

reactions, an analogous expression has been advocated:
5 ,7b

*q.h 2
Ko h 4Nr hrh (4)

where N is Avogadro's constant, rh is the contact distance between the (spherical)

reactions, and 6r is the reaction zone thickness around each reactant. The more

h

complex nature of Eq. (4) versus Eq. (2) reflects the spherical rather than

planar shape of the reaction zone for homogeneous processes. It is important

to recognize that the encounter preequilibrium model is based on a distinctly

different physical treatment to the collisional model which has been commonly

used in the past. Indeed,distinctly different values of the overall preexponential

factors are obtained from these two approaches.
10

kcorr lf,lO
The unimolecular rate constant et can generally be expressed as

kcorr = V F K exp (-AG*/RT) (5)
et n nel

p -1
where v is a nuclear frequency factor (sec ), r is a nuclear tunneling

n n

factor, K 1 is an electronic transmission coefficient, and AG* is the free

energy of activation for the elementary electron-transfer step. The two

"quantum-mechanical" tunneling factors r and K represent corrections
n el

to the classical electron-transfer model, yielding the so-called "semi-classical"

6
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treatment embodied in Eq. 5. The former quantity represents the correction to tLhe

rate constant from molecules that react without fully surmounting the electron-

transfer barrier. The latter term denotes the probability that electron transfer

will occur once the nuclear transition state has been reached. For so-called

"adiabatic pathways", Kel -1; however, poor overlap between the donor and

acceptor orbitals can force the overall reaction to occur by a "nonadiabatic

le , 13
pathway", where Kel << 1, even when the redox centers are in contact.

The theoretical estimation of K el for nonadiabatic pathways is difficult,

and has not yet been attempted satisfactoraly for electrochemical processes.

However, relatively reliable values of F and V can be calculated. Althoughn n

the relationships for the former are complicated, approximate analytical

lf
expressions have been devised. At least for reactions having small or moderate

inner-shell barriers (Q 40 kJ mol ) is close to unity at ambient temperaturesn

(U 1-3). The nuclear tunneling component associated with solvent reorganiza-
n

tion will almost always be negligible due to the typically small barriers

(-20 kJ mol - ) together with the low characteristic frequencies

.10
of solvent reorientation. The nuclear frequency factor can be estimated from1 0

2 2 ,

v (V2 AG* + v AG )/(AG* + AG ) (6)
n os os is is os is

where v and AG* are the characteristic frequency and free energy of
Os Os

activation associated with outer-shell (solvent) reorganization, and V. and
is

D(are the corresponding quantities associated with inner-shell (reactant

bond) vibrations. Although v and V. are markedly different (typically caOs is

11 12 13 -l1 5,610 -10 and 10 sec - , respectively'), Eq. (6) yields V values which
n

13 -1
commonly are close to 1 x 10 sec even when AG* > AGt . The expressions

OS is

for C and v appropriate for electrochemical processes are identical to thosen n

".S , . '' -' - ' - '' - q , . , '' ,. . " " "" ' - - - . - . --
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for homogeneous reactions, although those for the latter necessarily employ

parameters (such as vibrational frequencies and free-energy barriers) which

°'.

r..- include contributions from both reactants.

The classical "Franck-Condon" barrier AG* (Eq. (4)) is usually considered to

consist of separate additive contributions from the (inner-shell) distortions;

of the reacting species, AG*s, and the (outer-shell) reorientation of the

surrounding solvent, AG* . Marcus demonstrated that the calculation of both of

'4. Os

these quantities is greatly facilitated by evaluating a component of tIh

barrier associated with an overall free energy driving force, AG*, ec to

zero (the "intrinsic barrier"). The value of AG* at the desired drivin, f c

AG* can then be found from the overall intrinsic barrier,AGent suitably modified

by inclusion of an appropriate functional relationship between AG* and AG*.

The intrinsic barrier for electrochemical reactions corresponds to AG* at the

standard potential E, since then IAG0 = jF(E-EO)I = 0.

The outer-shell intrinsic barrier, AG* ,int' is usually obtained by using

a nonequilibrium dielectric continuum treatment. For electrochemical reactions

3
it is expressed as

Ne2AG*N
2 ( i 1 i

osint 8 a R- E (7)
e op s

where a is the reactant radius, R is twice the reactant-electrode distance,e

and c and e are the optical and static dielectric constants of the surrounding
op s

solvent.

The simplest approach to calculating the inner-shell intrinsic barrier,

SAG* for electrochemical reactions is to employ the relation (cf ref. 5)
is,int'

AG* 0.5 E f' (Aa/2)2  (8)
is,int i

8
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where ..a is the difference in the bond distance between the oxidized and ruduct'd

forms of the redox couple, and f! is the "reduced" force constant of thu iti bond;
3

this is related to the individual force constants of thest bonds in the ox:.:idiz.d and

5reduced states by f' 2f f /(f + fr). These individual force constants,
r ox red ox red

f.l can be calculated from the appropriate vibrational frequencies, vi obtained

by means of infrared or, preferably,Raman spectroscopy using

2 22
f. 4 . c v (9)

I i

where c is the velocity of light and . is the effective (reduced) mass of the

vibrating group. Equation (8) yields values of AG* that are exactly o;neis, int

5
half of those calculated for homogeneous reactions, as expected since only

one reactant is required to be activated for electrochemical reactions.

Although Eq. (8) provides a good approximation to the inner-shell barrier

for reactions at small driving forces (i.e. small overpotentials) and/or for

small or moderate differences between fox and fd' a preferable approach is

to calculate AG i from the individuaZ free-energy curves for the oxidized
15 ,int

and reduced states. For this purpose it is useful to define so-called intrinsic

reorganization energies, X and A for the forward and reverse reactions,
f

respectively.3  These quantities are shown schematically in Fig. I; Xf equals

the free energy required to reorganize the nuclear (reactant bond and solvent)

coordinates of the reactant(s) so that they match those of the product(s), and

Li the same quantity for the reverse reaction. Both Xf and A refer to the

C(,:VW!Lion G*= 0, i.e. for E = E* (Fig. 1).

For electrochemical reactions [Eq. (la)] Xf and Xr are given by Marcus'

3additivity rules as

Ox

= Ae. + A (lOb)is os

Sd --- •Red
Xr is +XOs(1b

9



Ox Red
where A. and XR. are the inner-shell reorganization energies for the forward

and reverse reactions (i.e. for the oxidized and reduced states) and is the
C) S

=i outer-shell reorganization energy, equal to 4AG* toutsinr For homogeneous rL.';I(t ions

[Eq. (lb)], Af and Ar will contain contributions from both the reactants, so that

Ox Red
XA = A. 1 + X. 2 + X (Ila)

I is is os

Red Ox
- X. 1 + A. 2 + A (lb)

r is is os

Although A is assumed to be the same for the forward and reverse reactions,
os

Ox Red
A. and A. will generally differ since f # f The general relation
is is ox Red*Tegnrlrlto

between i. and the bond force constants is [cf. Eq. (8)]:

A. = 0.5 X f. a) (12)
is i

where f. is now the individual force constant for the ith vibrating bond in thei

appropriate oxidation state.

If the outer- as well as inner-shell reorganization energies are taken to

be quadratic functions of the nuclear coordinates, the required free energy of

activation AG* can be obtained from the intersection point of the reactant and

product parabolas for the appropriate free energy driving force AG0 [=F(E-EO)].

This is conveniently expressed as

AG* X 2  (13a)

where 2 2
eX 2 = Xr(l-X) + AGO (13b)

These relations apply to both electrochemical and homogeneous processes. If

Af Z A = A, when AGO = 0 so that AG* equals the intrinsic barrier Gt we

find that

AG* =/4 (14)

.-..-..- " - . " . ' . " . . . .. -



which along with Eq. (12) yields the simplified relation Eq. (8). However,

the more complete treatment is to be pr 'erred. This is especially true for

reactions at moderate or large values of AG*, where Eq. (13) predicts noticably

different dependencies of AG* (and hence log kb) upon the sign as well as the

magnitude of the driving force if X 0 X (vide infra).
f r

The above relations enable calculated values of kc , k to be obtained
cr caic'

for outer-sphere electrochemical reactions as a function of the thermodynamic

driving force (i.e. the cathodic or anodic overpotential), providing that the

required values of V. and Aa for each bond undergoing distortion during electron

transfer are known, or can be estimated. In addition to considering the rate

constants themselves, it is instructive to compare the activation parameters

predicted from theory with the corresponding experimental values. Although a

measure of confusion has surrounded the interpretation of electrochemical activation

parameters, in actuality they contain no more ambiguity than the

commonly encountered quantities for homogeneous redox processes.15,16 Particularly

relevant to the present purpose are the so-called "real" activation parameters

obtained from the temperature dependence of the standard rate constant kstort'

i.e. the electrochemical rate constant determined at E* [or at a constant over-

potential q = (E-E°)] at each temperature. (These quantities should be distinguished

from the so-called "ideal" activation parameters obtained from the temperature

dependence of the rate constant at a fixed metal-solution potential difference.

The latter contain an additional entropic driving force term, and are most usefully

evaluated for chemically irreversible electrochemical reactions for which E,

and hence "real" activation parameters, cannot be determined. 
1 5 )

From Eqs. (2b), (3), and (5) we can write for electrochemical reactions

kcorr e n n el exp (-AG* /RT) (15a)

= 6r V F K 1 exp (tSn/R) exp (-AH* /RT) (15b)
e n n el m"it t

d 11.'
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where AS* and AHn are the entropic and enthalpic components of the intrinsicint mnt

barrier AG nt . It is useful to evaluate a preexponential factor, A Corr, along

with the "real" activation enthalpy, AH*. These are obtained from the intercepL
r

and slope, respectively, of an Arrhenius plot of Rlnk versus (I/T), wheirecorr

kq  represents the temperature-dependent k measured at a fixed over-
corr corr

potential n. In view of Eq. (15b), this preexponential factor can be

expressed as

A 6r V exp (AS* /R) (16)
corr e n app

where the "apparent" activation entropy AS* contains both AS* and any
app int

nonunit values of F and K along with any temperature dependence of these
n el'

terms. The theoretical values of AS t have been shown to be small (-0 ± 10 J.
mnt

deg mol ) on the basis of the conventional dielectric continuum mode,

although slightly larger values (5 to 15 J. deg mol ) are obtained

from a phenomenological approach which takes into account the experimental

17
entropy changes accompanying electron transfer. The component

of AS* associated with nuclear tunneling, AS*t, is always negative because -

app n n

decreases with increasing temperature.6  Since this quantity can also be extracted

iffrom analytical expressions, relatively reliable calculated values of A
c orr'

Acalc, can be obtained from Eq. (16). Comparison of Acalc with the corresponding

experimental values in principle enables the importance of nonadiabaticity

(i.e. K << 1) and the possible presence of specific solvent work terms to be

assessed since neither of these factors are included in Acaic (vide infra).

Alternatively, and equivalently, the comparison between the theoretical and

"lexperimental" activation parameters can be cast in terms of apparent activation

entropies, the latter being obtained from experimental data by assuming a

particular preexponential factor.

12
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COMPARISONS WITH EXPERIMENTAL DATA

(1) Electrochemical and Homogeneous Rate Parameters in Aqueous Media

The application of the foregoing treatment to transition-metal systems is

most straightforward for redox couples containing structurally simple, preferably

nonchelating, ligands in order to facilitate calculation of the force constants

from vibrational frequencies. Such systems are not overly abundant. Nevertheless,

a number of suitable redox couples are provided by octahedral M(III/II) complexes

(where M = Ru, Co, Cr, Fe) containing aquo, ammine, ethylenediamine, or poly-

pyridine ligands. Reactions involving these couples have been extensively

V ., ld,f
studied in homogeneous aqueous solution. They might be expected to follow

outer-sphere pathways at electrodes as well as in bulk solution since

the coordinated ligands are unlikely to bind to metal surfaces.

.. Table I contains cathodic electrochemical rate constants for six aquo,

ammine, and ethylenediamine redox couples in aquous media at mercury, gallium,

and lead surfaces, and at upd (underpotential deposited) monolayers of lead and

thallium at silver. These surfaces were selected since sufficient equilibrium

double-layer data are available within the potential regions where the electro-

chemical kinetic data were obtained to enable the application of reliable

' -- 11,
electrostatic double-layer corrections.111 This procedure employed the

S's.:.1

conventional Frumkin relation1 8

log k = log k + (Z - ci )F /2.303 RT (17)
corr ob corr r

where Z is the reactant charge number, a is the work-corrected transfer
corr

coefficient, and r is the potential at the reaction site. The last quantity

was taken as the average potential at the outer Helmholtz plane (o.H.p.),

obtained from double-layer compositional data using the Gouy-Chapman model.

Although approximate, this approach has been shown to provide self-consistent

13



double-layer corrections for reactants containing ammine and aquo ligands at

solid 1,12,19 as well as mercury electrodes.20 - 2 3 Hexafluorophosphate or

perchlorate electrolytes were generally employed since these anions exhibit only

weak or negligible specific adsorption under the conditions of these experiments.

The required double-layer data at mercury and gallium were taken from literature

-. sources; those at the solid surfaces were obtained in this laboratory from

11,12differential capacitance measurements. Electrolyte conditions were

generally selected so to minimize the extent of these corrections, although in

some cases the differences between kob and k are substantial (ca 10-fold).
. . corr

The resulting work-corrected electrochemical rate constants, k are
'.'o." ' corr 

•

listed in Table I. Experimental details are given elsewhere; 1 1 2 19 ,22,24 the

techniques were chosen (a.c. polarography, cyclic voltammetry, rotating disk

voltammetry, normal pulse polarography) depending upon the magnitude of the

rate constants as well as the type of surface being studied. For some reactions

3+/2+ 3+/2+ 3+/2+
[Ru(NH )+ . Ru(OH) 6 Co(en) (en = ethylenediamine, it is convenient

to determine kob at the formal potential (i.e. where the reductive free energy

driving force AG0 = 0), whereas for the others kob was determined over a range

.% .~ of cathodic overpotentials (i.e. for negative values of AG0 ). The latter

conditions were especially desirable for gallium and the solid metal surfaces

in view of their relatively negative dissolution potentials and zero charge

potentials. In addition to these rate constants determined at 24*C, experimental

values of Acorr are given in Table I. These were obtained from the intercepts

of Arrhenius plots of in kr versus (l/T) as noted above.
corr

Alongside these measured values of kcorr and Acorr are the corresponding

calculated quantities, kc and A . The former were obtained
-'calc'

14



by using the procedure summarized in the preceding section; K was taken as
el

unity, and re as 6 x 10-9 cm. [This latter value is the effective reaction zone

thickness if Kel z 1 at the plane of closest approach, Kel decreasing exponentially

(i.e. the reaction becoming increasingly nonadiabatic) for larger reactant-

electrode separation distances. 10 2 5 ] The free-energy barrier AG* and the

nuclear frequency factor Vn were calculated from the structural and thermodynamic

parameters for each redox couple that are given in Table II. These structural

parameters include the effective reactant radius, a, the difference in the metal-

ligand bond distances, ta, between the +3 and +2 oxidation states, and the

corresponding symmetric stretching frequencies (v3 v) and force constants
* 39 2

(f3, f 
) obtained (or estimated) as described in the footnotes.

These data are also presented in Fig. 1 in the form of a plot of the experimental

electrochemical rate constants, expressed as the work-corrected unimolecular values,

log k c rr
, against the corresponding calculated quantities, log k c a lc . Each

et et

reaction is shown as a line in Fig. 1 reflecting the range of overpotentials

over which k data were obtained. Also shown in this Figure is the same
corr

comparison for fourteen homogeneous outer-sphere reactions involving pairs of

redox couples for which electrochemical kinetic data were also obtained. Both

* corr calc
kc rt and k for the homogeneous reactions were generated in an entirelyet et

analogous manner to those for the electrochemical reactions (see footnotes to

Fig. 1 for details and data sources).

Both Table I and Fig. 1 clearly show that the experimental rate constants

for Uoth the electrochemical and homogeneous reactions tend to be significantly

smaJler than the theoretical predictions. However, several systems show

differences between k and k (or, equivalently, between kcorr and kcatc)
.Pcorr calc et et

which are less than ten fold or so. These include RuCNH ) , Ru(0H )

V(U2b 3+ / 2+ and Cr(OH2)6
3+ / 2+ at mercury electrodes. Such relatively minor

15



discrepancies may simply reflect the inevitable uncertainties in the theoretical

calculations, especially in the free energy of activation. Nevertheless, it

is interesting to note that the discrepancies between kcorr and kcalc for these

systems are mirrored by roughly similar (ca 3 to 10-fold) differences in the

corresponding values of A and A (Table I). This suggests that thecorr Acalc

smaller values of k relative to k calc at least at mercury, arise primarilycorr cal

from values of Kel somewhat below unity. Although speculative, this conclusion

is supported by a recent analysis of the relative rates of structurally similar

outer- and inner-sphere Cr(III) reductions at mercury electrodes. This yields

an effective value of 6re Kel of ca 0.1 - 0.3 R for Cr(OH2) 3+2+, suggesting
that Kel -0.2 at the plane of closest approach.2 5 The same analysis for Cr(NH 3)63+

reduction indicates that this reaction is adiabatic (Kel z 1) at the plane of

closest approach.25 This is not surprising given the demonstrated ability 20 of

ammine reactants to approach the metal surface more closely than the more strongly

25
hydrated aquo complexes. This result is also consistent with the good agreement

seen between kcorr and kcalc for Ru(NH3 ) 63+/2+ at mercury (Table I).

Nevertheless, the substitution of upd lead and thallium, and especially

lead and liquid gallium, surfaces for liquid mercury yields substantial (up to

ca 10-fold) decreases in k even though no changes are predicted by theory
co rr

(Table I). These rate decreases are accompanied by comparable or larger decreases

in Ao. (Although the data presented in Table I are somewhat sparse in this
corr

regard, much the same behavior has been observed for a number of other aquo

and ammine reactants under these conditions. 11' 12) A likely explanation for

this surprising behavior lies In the anticipated differences in solvent structure

at these metal surfaces. Mercury is known to provide a "hydrophobic" surface

in that it exhibits only a small tendency to adsorb water molecules via the

.I.
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26
oxygen atom. In contrast, lead and especially gallium are relative "hydrophilic"

26
in that they strongly adsorb water molecules. These differences are ac entuated

at a given electrode potential, especially in the region where the data in Table

4..- I were obtained (ca -800 to -1100 mV. vs s.c.e.), since upd lead, thallium,

lead, and gallium surfaces all have small positive or negative electronic charges,

whereas mercury carries a larger negative charge. Consequently, the latter

surface should present a relatively mild solvent "structure making" environment26 b

* in which the secondary hydration surrounding the cationic reactants will remain

undisturbed. This hydration shell may be severely perturbed in the vicinity

of the other four surfaces due to their marked tendency to orient water molecules

26
in the opposite direction to that desired by the incoming reactant.

Mercury may therefore provide an unusually "mild perturbing" environment

for such outer-sphere reactions, therefore accounting for the good agreement

between the calculated and experimental rate parameters at this surface

(Table I). The significantly different rate parameters seen at the other four,

"strongly perturbing" surfaces may therefore be due to unfavorable work terms

associated with the differing solvent environments in the bulk and interfacial

environments, possibly accompanied by more nonadiabatic pathways (i.e. smaller

Kel

Evidence favoring the former factor is obtained by examining the corresponding

experimental and calculated rate parameters for related homogeneous reactions.

Comparisons between the experimental and calculated rate constants (Fig. 1)

sh.)w -;Lmilar discrepancies to those seen for the electrochemical reactions.

Furthermore, the experimental frequency factors A are typically 103 - 104
; Q corr
i 27
fold smaller than the theoretical predictions. (This result has more commonly

been expressed in terms of apparent observed activation entropies which are

. 1 -1 -l 28
ca 60-80 J. deg mol more negative than are predicted from theory.2 ) These

0~. 17
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* discrepancies may well be associated with the changes in solvation that occur

as the reactant approaches the "hydrophilic" cationic coreactant. The

factors giving rise to the observed discrepancies between the experimental

and calculated rate parameters at hydrophilic surfaces and at cationic reaction

sites in bulk solution may therefore have a common origin.

Table I also contains work-corrected cathodic transfer coefficients, ai*- corr

obtained from a = -(RT/F)(dlnk /dE). The values of at for the aquo
*. corr corr corr

reactants are uniformly around 0.50 for AGO < 0, close to the corresponding

.theoretical vaues,calc (0.45 - 0.55). Although a values for Cr(OH 6
3+/2

and V(OH2 ) 3+/2+ do not exhibit the significant dependence upon the cathodic over-".,,.2 6

potential that is anticipated from Eq. (13), substantial decreases in the anodic

transfer coefficient for these reactions occur with increasing anodic over-

22potential. This behavioral difference at cathodic and anodic overpotentials

is qualitatively explicable in terms of the anticipated asymmetry in the

potential-energy surfaces resulting from the difference in force constants

* between the oxidized and reduced states (Table II; Fig. 1). The larger values of acorr

for Ru(NH 3)6
3+/2+ and especially Co(en) 3 3+/2+ suggest that the reaction site

for these complexes lies inside the o.ll.p., as might be anticipated from their

20,21
weaker hydration (vide supra) 0 However, the observation that k >> k.. "corr calc

A < A for Co(en)33+/2+ (Table I) suggests that this reaction does

not occur by a simple outer-sphere mechanism at mercury electrodes. It seems

* '.likely that the relatively hydrophobic ethylenediamine ligands are able to

replace inner-layer water molecules, i.e. are adsorbed, at the mercury-aqueous

interface. Evidence for such adsorption is contained in a.c. polarograms
29

for this system.
29

1 Q
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Solvent Dependence of Electrochemical Rate Parameters

The conventional treatment of the outer-shell solvent employed above is

based on a dielectric continuum model [Eq. (7)]. This model may well be seriously

Noversimplified, especially for reactants that interact strongly with the

S.; solvent. Variation of the bulk solvent composition may also influence the

rate parameters via alterations in the interfacial solvent structure. Such

solvent effects are best examined for transition-metal systems by selecting

*substitutionally inert redox couples so that the inner-shell composition, and

hence AG sn remains constant as the solvent is varied. We have studied the
", 3+/2+ 3

Solvent dependence of ko for Co(en) at mercury electrodes.30 Some
Corr 3

of these data are summarized in Table III, along with corresponding, previously

unreported, values of A and the theoretically predicted rate constants,co rr
ks
calc"

The substantial (ca 10 3-fold) decreases in ks  seen upon substituting
corr

aprotic solvents for water contrasts sharply with the small increases in kalc

predicted from the dielectric continuum treatment (Table III). The former

have been ascribed to increases in the outer-shell reorganization energy

associated with short-range reorientation of solvent molecules, together with

30
decreases in Kel' However, neither explanation is entirely consistent with

4" the additional information given in Table III. Thus the values of ks

corr

obtained for Co(en)3 3+2+ are in closer agreement with the corresponding values

of ks  in nonaqueous solvents than in water. Moreover, these smaller values
calc

of ks in nonaqueous media are accompanied by markedly larger A valuesco rr cor r

(Table III). Taken together, these data suggest that the solvent dependence

of ks  is connected with the varying ability of these different media tocorr

-'. solvate the reacting species within the double layer and prevent it from being

adsorbed, i.e. replacing the inner-layer solvent.

This conclusion, albeit speculative, is supported by a roughly inverse

. correlation between in k
corr and the solvent donor number (DN), also listed

19
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in Table III. We have shown that there is a similar correlation between tLhe'

redox thermodynamics for ammine and ethylenediamine couples and DN, arising

from donor-acceptor interactions between surrounding solvent molecules and the

32
acidic anmine hydrogens. This remarkably large solvent effect may also b

due in part to the influence of specific reactant-solvant interactions upon the

intrinsic outer-shell reorganization energy. This latter factor may be

5
responsible for the markedly (20-30 fold) smaller values of k compared to

corr

ks  in dimethylformamide (DMF) and dimethylsulfoxide (DMSO)(Table ill).
calc

Some support for this assertion is obtained from the dependence of ks
corr

for Ru(NH ) 3+/2 + at mercury electrodes upon the solvent; some data recentlv

obtained for this system33 are given in Table III. Similarly to Co(en)33/2+,

k5  for Ru(NH)63+/2+ is strongly solvent dependent, with k < k in
corr 36 corr calc

DMF and especially DMSO.

These data therefore suggest that the dielectric continuum model may

significantly underestimate the solvent reorganization energy for redox couples
3.+12+an Coe)3+/2+

such as Ru(NH 3 ) 6  and Co(en) 3  in DMSO and DMF where extensive changes in

short-range structure are known to accompany electron transfer.30  This matter

will be considered in detail elsewhere.33

CONCLUDING REMARKS

Although not particularly extensive, the foregoing comparisons illustrate

some major virtues of undertaking absolute as well as relative tests of electron-

transfer theory for electrochemical reactions. Despite the provocative assertions

34
of some, contemporary theory can yield reasonable agreement with experimental

data at least for some outer-sphere reactions at mercury electrodes. Nevertheless,

a number of interesting discrepancies remain. The common finding that kcorr

k andA < A probably arises in part from nonadiabaticity, i.e.'i kcalc an corr calc' "

Kel z I. The relative importance of other factors is difficult to gauge at

re
... present. The solvent reorganization harrier may often be significant ly Iargu'r

S * . w-* ,
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%
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than thL1 predicted from the dielectric continuum model. The observed

discrepancies between experiment and theory may be associated as much with the

limitations of electrostatic models in estimating the work terms (i.e. "double-

lavv'r" effects) as with the deficiencies of the electron-transfer model itself.

Howevr, parallel discrepancies between experiment and theory are also seen

with ferricinium-ferrocene redox couples at electrodes in solution for which

the work terms are liable to be small.'

It would clearly be desirable to refine the theoretical models further as

they pertain to electrochemical as well as homogeneous outer-sphere reactions,

especially with regard to the electron-tunneling aspects. Nevertheless, the

%..
kinetic formalisms underlying the present theoretical treatment offer considerable,

so far unexploited, opportunities for examining the fundamental features of

electrochemical and homogeneous processes on a conmmon basis. In turn, such

activities should spur the acquisition of the further electrochemical kinetic

data, including activation parameters as well as rate constants, that is critical

to the development of a truly molecular-based understanding of electrode processes.
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TABLE I. Comparison between Observed and Calculated Rate Constants for some
Outer-Sphere Electrochemical Reactions in Aqueous Media

Redox Couple Surface AGk A k Ak
corr corr corr caic calc

kU. mol cm S cm s cm s CM s

Ru(NH 3  /2 Hg 0 1.0 2.5 xl10O 0.6 2.5 2.5 x 10

Ru(0H 2)6 
3 +/2+ Hg 0 -5x 10-2 0.35

3+/2+ g -2 - 5 4
Co(en)3  Hg 0 2.5 x 10 0.7 -0.8 5 x 10 .1 x 10

F(HHg -40 -0.3 0.45 15

V(0H 2)6 3/+Hg 0 8 xO 104 .6 x10 3 0.5 4 x10 -3l.4 x104

-20 5 x102  1.6 x 103  0.25 1.3 x 104

Pb -20 2 x 10- 0.5 0.25

Cr(OH2) 63/+ Hg 0 3 x 106 1.7 x 10 0.50 1.2 x 10- 6 x 103

-40 1.0 x 10 1.7 x10 3 0.50 4 x10- 5 x103

Ga -40 -8x 106  -0.5 x~ 10

Pb -40 4 x10-5  -1 0.50 4 x10-2  5 x10 3

Pb/Ag -40 4 x 10- 3 5 x 10- 0.5 4 x 10- 5 x 103

Ti/Ag -40 1 x 10- 0.5 4 x 10-2

IV.



Footnotes to Table I

aFree energy of reaction at which listed value of kcorr was determined, related to

electrode potential E by AG ° = F(E-E °), where E' is standard (formal) potential

of redox couple (Table II).

*_ bCathodic work-corrected rate constant at given value of AG; obtained from measured

S. rate constant k in NaCO 4 and/or KPF electrolytes by using Eq. (17) (see text).
ob 4 6

*See refs. 11, 12, 22 for further details.

c Work-corrected frequency factor, obtained from intercept of Arrhenius plot of 1n or
Inkcorr

versus (l/T) (see text).

dwork-corrcted transfer coefficient, determined from a = -(RT/F)(dlnk corrdE).

-Calculatec -ate constant at given value of AG0 , obtained from theoretical

treatment described in text using thermodynamic and structural data in Table II.

f Calculated frequency factor, obtained from Eq. (16) as outlined in text.

gen etitylenediamine
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TABLE II. Thermodynamic and Structural Parameters for Transition-Metal Redox Couples
f9a -5

Eoa b c d e f x10 f, XI0
mvv. a Aa V 3 3  dyn ~ dy

Redox Couple s.c.e.) __ mcm cm Cm

.k uO2 63+/2+ 15 3.25 0.09 ±0.1 513 391 2.79 1.62

3u(H /2+*

V(OH ) 32+ -475 3.25 0.15 ±0.02 510~ 372 ~ 2.76 1.47
2 6

Fe(O 2)6 3+/2+ 500 3.25 0.13±0.01 565 420 k 3.38 1.87

C(H-660 3.25 0 .2 0 ±0 .0 2 5 20k 36 2.87 1.44

R(H 3+/2+ -180 3.5 0. 04±0. 01 500 450 2.50 1.65

Co(en)3 "2  -460 4.2 0.21±0.001 4 94m 35 7m 2.4 4  1.2

a Formal potential of redox couple in ionic strength pi --0.1 taken from E. L. Yee, R. J. Cave,

K. L. Guyer, P. D. Tyma, M. J. Weaver, J. Am. Chem.Soc. 101, 1131 (1979).

b Effective average radius of redox couple, taken from ref. 5.

c Increase in metal-ligand bond length accompanying reduction of M(III) complex to M(II).
3+/2+

Taken from ref. 5, except for V(0H )6  which was estimated from oxide bond length

data using correlation described in J. K. Beattie, S. P. Best, B. W. Skelton, A. H.

White, J. Chem. Soc. Dalton, 2105 (1981).

d
Symmetrical metal-ligand stretching frequency in M(III) complex, measured or estimated

as noted.

eAs in d, but for M(II) complex.

~Force constant of metal-ligand bond in M(III) complex,obtained from V3 by using Eq. (9).

% gAs in f, but for M(II) complex.

S h
Average of bond distance changes for axial and equatorial ligands.



Footnotes to Table II continued

Estimated from symmetrical stretching frequency for Ru(NH3 )6  by noting that v 2 Z/a 3

where Z is charge on complex. See J. F. Endicott, B. lArham, M. D. Click, T. J. Anderson,

J. M. Kuszaj, W. G. Schmonsees, K. P. Balakrishnan, J. Am. Chem. Soc. 103, 1431 (1981).

j -1 l 3+/2+
*Taken to be 10 cm smaller than Cr(OH2  values by analogy with periodicity

trends in M(NH 
3)6 3+/2+ data.36

kEstimated from corresponding asymmetrical stretching frequencies [K. Nakamoto,

"Infrared and Raman Spectra of Inorganic and Coordination Compounds", 3rd Ed,

Wiley, N.Y., 1978] by adding 30 cm 
- , by analogy with observed trends.

36

]Determined from surface-enha:iced and bulk-phase normal Raman data for Ru(NH )63+/2+
3 6

m3+/2+ 36
Assumed to equal values for Co(NH 3) 2

AA



TABLE III. Solvent Dependence of Standard Electrochemical Rate Constants for3+12+3+/2+

Ru(NH3)63+/2+ and Co(en) 3  at Mercury Electrodes

a s b sc f
Redox Couple Solvent k ob A ckS d k e DN____obcorr corr calc

Ru(NH3 6
3 + 2 + H20 0.20 2.5 x 10 1.0 2.5 -18

PC 0 .25h -1.5 5 15.1

DMF 0.15 h  10 0.1 10 26.6

h
-2 2 -2DMSO 2.5 x 10 1 x 10 2 x 10 15 29.8

Co(en)3+/2+ H 0 3 x 102 0.7 2.5 x 102 5 x1 5  -18
3 2

F 3 x 10 - 3  8 x 105 1.5 x 10- 3  2 x 10-4  24

NMF 5 x 10- 3  2 x 106  6 x 10- 4  2 x 10- 4

PC 4.5 x 10- 3  3 x 10- 4  1 x 10-4  15.1

AN I x 10 3  2 x 105 1.5 x 10- 3  5 x 10-5  14.1

DMF 3 x 10- 3  2.5 x 106  1 x 10- 5  2 x 10- 4  26.6

DMSO 1.5 x 10 - 3 1  x 107 ~1 x 10- 5  3 x 10- 4  29.8

C'
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Footnotes to Table ii

PC propylene carbonate, DMF =N,N-dimethylformamide, DMSO dimethylsulfoxide;

F =formamide, NMF = N-methylformamide, AN =acetonitrile.

b
Observed standard rate constant (i.e. at formal potential), measured in specified

electrolvtc. For details see refs. 24, 30, and 33.

L;dork-corrected frequency factor, obtained from intercept of Arrhenius plot of In k
corr

* versus (IT) (see text).

uWork-corrected standard rate constant, obtained from k s by using Eq. (17) (see

text). For details see refs. 24, 30, and 33.

eCalculated standard rate constant, obtained from theoretical treatment described in

text using thermodynamic and structural data in Table HI.

V fSolvent "donor number", from V. Gutmann, "The Donor-Acceptor Approach to Molecular

interactions," Plenum, N.Y., 1978, Chapter 2.

g~eermnedin 0.1 M KPF 6 9

h U 0 5 M tetrabutylammonium hexafluorophosphate

S01M tetraethylammonium perchlorate or 0.1 M KPF.

I6
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FIGURE CAPTIONS

Figure I Schematic representation of the forward and reverse reorganization

energies, f and X , respectively, and relationship to thef r9

intrinsic barrier AGnmnt

Figure 2 Logarithm of experimental work-corrected unimolecular rate

constant, log kcorr, for one-electron electrochemical (solidet

lines) and homogeneous reactions involving transition-metal aquo

and ammine complexes in aqueous solution at 25*C, plotted against

corresponding quantities, log kcalc obtained from structuralet oba'dfomsrcua

and thermodynamic parameters (Table II) as outlined in text. Key

to systems and data sources (electrochemical reactions shown

as reductions): (1) Ru(NH 3 )63/
2  - mercury; (2) Co(en) 3 3 

2 +

mercury; (3) Ru(OH2 )6 3+/2+ - mercury; (4) Fe(OH2 )6 3+/2+ - mercury;3+/2+3+2
(5) V(OH2 )6  - mercury; (6) Cr(OH2)6 3+/2+ - mercury;

(7) Cr(OH2 )6 3+/2+ - lead; (8) Cr(OH)3+/2+ - gallium; (9) Cr(OH2)3+/2+

upd Pb/Ag; (10) Cr(OH)63+/2+ - upd Tl/Ag; (11) V(OH2)6 3 +

V(OH2 )6 2+, K. V. Krishnamurty, A. C. Wahl, J. Am. Chem. Soc.

d3+ 2+80, 5921 (1958); (12) Fe(OH2 )36  + Fe(OH2 )6  , J. Silverman,

3+
R. W. Dodson, J. Phys. Chem., 56, 846 (1952); (13) Ru(NH3)6  +

2+
Ru(NH3 )6  , T. J. MeyerH. Taube, Inorg. Chem. 7, 2369 (1968);

3+ (e)2+,(14) Co(en) 3  + Co(en) F. P. Dwyer, A. M. Sargeson, J. Phys.

Chem. 65, 1892 (1961); (15) Fe(OH2) 3 + + Ru(OH2)62 +, W. Bottcher,

G. M. Brown, N. Sutin, Inorg. Chem. 18, 1447 (1979); (16)

3+ 2+
Fe(OH2 )6  + Cr(OH2)6 2, G. Dultz, N. Sutin, J. Am. Chem. Soc.

86, 829 (1964); (17) Fe(OH2)6 3+ + V(OH 2 )6
2 - A. Ekstrom, A. B.

McLaren, L. E. Smythe, Inorg. Chem. 15, 2853 (1976);

°o-
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3+ 2+ 3+ 2+
(18) Fe(0H) + Ru(NH3 ) 6  as (13); (19) Ru(H + Ru(Ni 3 ) 6

W. Bottcher, G. M. Brown, N. Sutin, Inorg. Chem. 18, 1447 (1979);

3+ 2
(20) Co(en) + Cr(O2 T. J. Przystas, N. Sutin, J. Am.

326
3+ 2+

Chem. Soc. 95, 5545 (1973); (21) Ru(NH 3 )6  + V(0H2)6  , C. A.3+ V(Ot2)3+

Jacks, L. E. Bennett, Inorg. Chem. 13, 2035 (1974); (22) Ru(NH+3 6  +

Cr(OH2 )6 2+; J. F. Endicott, H. Taube, J. Am. Chem. Soc. 86,
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